that the tetragonal lamellae are about 100 A thick; this is in good agreement with our results since the thickness should correspond to half the wave-length of the periodicity, that is, 90 A.
The most fundamental and valuable step in the discussion of wave functions for atoms was the introduction by Hartree of the self-consistent field approximation. ICach electron is supposed to move in a certain field due to the other electrons whose motions we may imagine to have been ' smoothed out or ' averaged in the process of determining their appropriate contributions to the self-consistent potential. In a first approximation the complete wave function was merely a product of the individual atomic orbitals (Hartree approximation), but subsequently Fock showed how by taking proper account of the true determinantal symmetry, it was possible to extend the analysis so th a t allowance was made for electron exchange (Fock approximation). We have only to list some of the applications th a t have been made, using either the H artree or Fock methods, to realize how valuable such wave functions have been-for example, electric and magnetic susceptibilities, electron velocities and shape of Compton profile, electron scattering, hyperfine structure and oscillator strengths.
The corresponding application to molecules has been developed largely through the labours of Mulliken under the title of molecular orbital approximation. B ut practically no numerical calculations of these wave functions have hitherto been made. The explanation is quite simple-when there are two or more centres of force we lose the central symmetry so typical of atomic structure, and the separation of, variables no longer takes place. On the one hand, this introduces more variables, and on the other it requires us to evaluate some extremely formidable integrals. As a result the only calculations of this kind have been for H 2 by Coulson (19376, 1938) , Li^ by James (1935), HeH+ by Coulson & Duncanson (1938) , and methane CH4 by Coulson (1937a) and by Buckingham, Massey & Tibbs (1941) . In this latter case the four protons were averaged over the surface of a suitable sphere so th a t central symmetry was artificially created; such an approximation is only practicable for relatively few molecules.
I t is desirable th a t the method of molecular orbitals should be applied to other more complicated molecules; in this present paper we give the results of such a study with Li2. In one sense this represents a survey of the possibilities of the molecular orbital method. We have therefore tried to make our work as useful as possible as a guide to the degree of accuracy likely to be obtained in other more complex mole cules. For th a t reason we have used both the Hartree & Fock types of wave function so th at an estimate of the loss of accuracy when using Hartree wave functions may be obtained. I t became quite clear, when we tried to extend our work to N 2, th a t in any but the simpler molecules the Fock wave functions were quite impracticable. We have also tried to get molecular orbitals th at were readily usable for other sub sequent calculations. We have therefore not concerned ourselves with the detailed working of James (1934) , who has also studied this molecule, even though he obtained a more accurate result for the energy. For this latter method is not pictorial since we do not assign electrons to definite orbits; also the wave functions which could not easily be extended to more complicated molecules, cannot even in this case conveniently be used for any of the subsequent calculations of other properties of the molecule such as those listed earlier. I t is quite clear th at in molecular pro blems a compromise is necessary between extreme accuracy and simplification. For th at reason a qualitative understanding of the changes undergone by atomic orbitals in the process of molecule formation is valuable. We present such a discussion in this paper.
There is also another point to consider, especially if our concern is with other properties than the energy of binding. In the calculation of such quantities as the dipole moment, or magnetic susceptibility, it is the absolute accuracy of the wave function that matters: whereas in calculating the binding energy (which is usually taken, somewhat unhappily, as the criterion of success in molecular calculations) it is the small difference in energy between the molecule and the constituent atoms th at matters. This latter difference may be quite inaccurate even though the individual energies are relatively much more accurate. Thus in the case of Li2 the total energy of the molecule relative to infinite separation of nuclei and electrons is approximately -15 atomic units (la.u . of energy = 27*08 eV), but the binding energy is only 0-04 a.u. I t follows th at the calculated binding energy may be in error by 100 % even though the total energy is in error by only ^ %. Even if we neglect the inner shells, which certainly contribute the greater p art of the total energy, an error of 100 % in the binding energy represents an error of only 10 % in the energy of the two binding electrons.
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. Ch o ic e o f w a v e f u n c t i o n s
As part of the compromise between accuracy and simplicity we have used linear combinations of atomic orbitals to represent each molecular orbital. This is Mulliken's LCAO approximation, and it certainly lends itself best to further calculations. The individual atomic orbitals were of Slater type (1930) . Since the binding is regarded as primarily due to the two 2s electron normalized atomic orbitals:
ra and rb are the distances of an electron from the nuclei, A is a normalizing constant, cc, c and d are constants to be determined later. There are reasons for supposing th a t c and d (especially d) may differ from the Slater values (Coulson & Duncanson 1942; Coulson 1942 a) . Indeed the elucidation of this uncertainty was one of the main reasons for the present research. According to the molecular orbital approximation the electrons in Li2 are regarded as being: two in state \Jr{\sa), two in state and two in a valence orbital ft(2scr) defined by r/r(2sa) = Na{i/r(2sa) + (2sb)}. where, as usual, P denotes any permutation of the electrons. For the sake of brevity we shall write A , B,afoTiJr(lsa), ijr(lsb) ,
The energy is calculated from the usual formula = j* lP*Hx PdP' j where the Hamiltonian H is
is an operator of position of electron i only. As is usual in such calculations we are to choose values of the unknown parameters c, d, < x to minimize E. An important point arises here. If the simple Hartree calculation is to mean any thing the individual orbitals must be orthogonal. For the Hartree wave function makes no allowance for the Pauli exclusion principle, and each electron will therefore try to get to the lowest state of the same symmetry, without consideration of how many electrons there may already be in that state. If, however, we compel all the orbitals to be orthogonal, this cannot occur and there will be an absence of what Van Vleck & Sherman (1935) have called 'sagging'. If we do not compel this ortho gonality our calculations are meaningless. Such omissions have often been made (in slightly different form) in earlier molecular computations. For example, we make this mistake every time that we replace the inner electrons of an atom by an effective negative charge at the nucleus, and thus assume complete (or partial) screening. There is an exception to this rule of orthogonality for the atomic lsrt and states. The overlapping of these orbits is so small (SAB = 0-0001 and always occurs with another factor of the same order of magnitude) th at this condition may be relaxed for these two orbits. Similar arguments concerning orthogonality do not occur with the Fock treatment, though on grounds of simplicity in formulation and interpretation it is convenient to preserve this orthogonality among the component molecular orbitals. We shall return to this point in a later section.
In our case we have to make the ilr(2scr) orbital of (2) where and J2 are two integrals defined in a recent table of such integrals (Coulson 19426), and pi s the internuclear distance, here taken to be the experimental viz. 5-0 a.u. (Herzberg 1939) . A word of explanation is needed for our choice of internuclear distance p = 5-0 a.u. I t is unlikely th at our form of wave function would actually yield this for the position of minimum energy. In fact, B artlett & Furry (1931) obtain p = 4-3 a.u., and James (1934) using the full Heitler-London approximation gets p -6-02 a.u. The labour involved in computing wave functions for various values of p would have been prohibitive with our wave functions; and in any case we shall be concerned later with applications of these wave functions to calculations of other properties of the molecule. For this purpose it is probably better to sacrifice a small gain in energy in order to obtain a more appropriate wave function.
The energy
If we use the Hamiltonian of the last section with the two molecular wave func tions (5) and (6) we obtain closed forms for the energies and EF. Let us write 
We do not need to reproduce the details of these calculations, for they follow familiar lines, except that several quite formidable integrals were required.
R e s u l t s a n d d i s c u s s i o n
The minimum energy, using the Hartree wave function (5) and making allowance for the Coulomb repulsion between the nuclei, is given in table 1 below, together with the corresponding values for the exponents c and d. The unit of energy is the atomic unit eY. This table also shows the corresponding values of the exponents and energy for the Li atom, calculated in the same way. The effect of the electron exchange can be found by calculating the extra term in equation (10). The appropriate values of the exponents and the energy are shown in the table. It is seen from this table th at the advantage gained by using the Fock wave functions is approximately 0-0105 a.u. = 0-28 eV. This is, however, only a small proportion, about 1 in 1500, of the total energy. The reason why this gain is so small is th at exchange between a 2 s c re lectron and an inner shell Is elect We must expect th at the difference would be larger in the case of a molecule where there were more than two electrons in the outer shells.
The small extent of electron exchange between the inner and valence shells seems to be in direct contradiction to the work of James (1934), who performs a HeitlerLondon calculation and lists the contributions to the energy which arise from all such possible transitions. The explanation of the divergence is soon found. For the different orbitals that James uses are not mutually orthogonal; consequently the orbitals of his valence electrons contain part of the orbitals of the inner shell. If we use determinantal wave functions for the whole molecule, this redundancy does not matter, since by subtracting rows or columns suitably we can obtain an entirely equivalent determinant in which all the functions are orthogonal. Indeed, the precise meaning to be given to Jam es's figures for the contribution of these triple and higher exchanges is hard to define, for we could change these contributions to almost any desired extent without altering the total energy at all by simply taking new linear combinations of the same atomic orbitals. In our own case using molecular orbitals we too shall find significant contributions apparently arising from exchanges with inner and outer shell electrons unless we insist on our orbitals being orthogonal. Then equations (9) and (10) show that the interaction between inner and outer electrons is represented by a Coulomb term 8 : and an exchange term -4[ A c : cA]. As we have shown, this latter is relatively unimportant. We conclude th at this type of exchange between different shells is not very serious and may often be neglected if we take the precaution of making the various molecular orbitals orthogonal. In such a condition there are no triple and higher exchanges a t all.
We may illustrate this requirement of orthogonality in a slightly different way as follows. Instead of making the molecular orbital defined by equation (2) as being Na.{xjr(2sa) + x}r{2sb)], orthogonal to the inner electrons and we could make the component atomic orbitals and ip~(lsa) orthogonal, thus using the same orbitals for the molecule as for the isolated atom (though perhaps with a different exponent in the exponential parts). Using the Hartree wave function (5) we find th at the total energy drops from -14*807 to -14*850a.u. The difference of 0*043a.u., which is about 1 eV, represents the 'sagging' due to inclusion of some part of the inner shell orbital in the valence orbital, and shows how absolutely necessary it is in a Hartree treatm ent, and how desirable in a Fock treatm ent, to use orthogonal orbitals. Exactly the same situation obtains for the isolated atoms. Thus with Li, the non-orthogonal orbitals give an energy -7*7151 a.u., whereas the orthogonal ones give only -7*4075 a.u. The sagging is over 8 V, and the value -7*7151 a.u. is quite meaningless.
We may make two further comments. First, th a t the exponent in the Is wave function is not appreciably changed from its value for the separated atoms. If the exchange between these electrons and the outer ones had been as im portant as has sometimes been stated, we might have expected a more significant difference than we actually find. Our result, incidentally, is in agreement with the work of Bucking ham et al. (1941) , who found a similar conclusion for the Is electrons of CH4.
Our second comment concerns the ratio of the exponents for the valence electrons in the molecular and atomic states. I t is seen from table 1 th a t the exponent d is larger for the molecule than for the atom, both in the Hartree and the Fock wave functions. The present writers (1942) have suggested a ratio between 1*1 and 1*2 for these exponents. A value greater than unity has been discussed by Mulliken (1932 Mulliken ( , 1940 as a condition of firm binding. A value just less than 1 • 2 fits the case of molecular hydrogen (Coulson 19376) . Taking the case of Li2, if we use determinantal wave functions the ratio is 0*81/0*77, i.e. 1*06; the same value is found for the H artree wave functions also. Now these ratios compare the exponents in the wave function of the binding electron of the atom and the molecule when using the same type of wave function. Probably a more useful comparison would be between the molecular orbital exponent and the Slater (1930) atomic orbital exponent, since considerably more information is available concerning the latter. In the case of atomic Li the Slater exponent of the valence electron is 0*65. Using the Fock type molecular wave function as in table 1, the ratio of exponents is 0*81/0*65, i.e. 1*25. This value is somewhat larger than might previously have been expected, though of the predicted order of magnitude. A reasonable assumption, therefore, to make when dealing with more complex molecules for which accurate computations are impracticable, would appear to be to use Slater's rules for atomic wave functions, and to multiply binding electron exponents of type c by a factor 1-2, and binding electrons of type by 1*1, and to leave unchanged the exponents of all inner and non-bonding orbits, in passing from atomic to molecular states. This rule still leaves uncertain the case of antibonding orbits such as the <x*2s of N2. Here the available evidence from similar orbitals of H f and H2 suggests th a t a small reduction in exponent may be necessary. This problem requires further elucidation. A c c u r a c y o f t h e e n e r g y v a l u e a n d w a v e f u n c t i o n In the previous section we have been concerned with the relative accuracy of the Fock and Hartree types of wave function. If we are interested in the absolute accuracy of our wave functions we shall compare our values of the energy with the more laborious calculations of James (1934) and with the experimental value. Such a comparison is shown in table 2. The experimental value is found by taking twice the experimental energy of a Li atom (James & Coolidge 1936), viz. -14-9578 a.u., and adding the observed dissociation energy D0 which is l-14eV (Herzberg 1939) and correcting for the zero-point energy 0-02 eV. The percentage error with our functions is about 1-3, and even the much more complicated function of James has an error of about 1 %. Indeed, it seems hardly feasible to obtain a closer energy than this for molecules other than the very simplest, and the method th a t we have used in this paper does seem to represent about as good a compromise between accuracy and simplicity as any hitherto proposed. I t does also show th at even without any great refinements the method of molecular orbitals is able to give a good account of the wave functions even of homopolar molecules. We may next inquire whether any improvements could easily be made in our wave function. There are two ways in which we could improve our result, but both of them destroy to some extent the pictorial representation of the electron orbits. In the first place we ought to make specific allowance for the electron repulsion terms r12 by introducing these co-ordinates into the wave function. In the second place, as James (1935) showed for Li2f , the true wave function has a greater con centration of charge between the nuclei than our present type of wave function prescribes. This could be allowed for by combining a certain amount of the atomic 2p orbital with the atomic 2s orbital in the formation of the molecular orbital of equation (2). This is equivalent to stating th at the binding is not pure s binding, but a hybridized compound of s and p. Unfortunately both of these two improvements would involve considerably more calculations.
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